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PREFACE 


In  recent  years  chlorine  dioxide  has  been  found  useful  for  a  variety 
of  purposes  including  the  bleaching  of  flour 9  textiles  and  grease  and  as 
a  vater  treatment  reagent. 

Elemental  chlorine  has  been  found  to  be  the  most  useful  of  dts- 
4  ■•<>*  4Sp 

infecting  chemicals  for  water  or  waste  water;  however  there  are  come 
disadvantages  to  its  use.  Its  initial  hydrolysis  product,  bypochlorous 
acid,  dissociates  to  yield  the  relatively  poor  disinfectant,  hypo¬ 
chlorite  ion.  Also  the  bypochlorous  acid  reacts  readily  with  seme  amino 
type  compounds  commonly  found  in  water  to  fora  a  chlorine-amine  system 
which  is  a  poorer  disinfectant  than  bypochlorous  acid.  Despite  the 
dissociation  or  formation  of  chlorine-amine  compounds,  caloric®  remains 
the  disinfectant  of  choice  in  most  instances.  Ilovevef,  when  '’pienols" 
are  present  the  chlorine  reacts  with  the  phenols  -  to- fora  chlorcphenols 
which  are  odorous;  in  fact  so  odorous  the  vater  may  be  unpalatable.  It 
has  been  observed  repeatedly  that  chlorine  dioxide  seems  t©  destroy,  in 
many  cases,  the  chlorophenols  reducing  or  eliminating  that  odor  problem. 

Chlorine  dioxide  is  a  rather  unstable  gas  at  ordinary  conditions 
and  is  quite  soluble  in  water.  It  may  be  prepared  in  a  number  of  ways; 
for  water  works  practice,  the  generation  is  usually  by  means  of  mixing 
aqueous  solutions  of  chlorine  and  sodium  chlorite.  This  paper  is  a  report 
of  the  study  of  the  reaction  between  hypochlorous  acid  and  chlorite  ion 
which,  under  the  condition  of  the  experiments,  yielded  chlorine  dioxide* 
chlorate  and  chloride.  It  was  found  possible  to  use  the  ultra-violet 
range  of  the  spectrophotometer  to  trace  th®  course  of  the  reaction. 

Other  means  were  also  used  to  measure  the  various  species  of  chlorine 
present.  The  experimental  work  made- (possible  the  determination  of  the 
reaction  kinetics  under  a  variety  of  conditions,  the  activation  energies 
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CHAPTER  I 
IIITROCUCTION 

Chlorine  dioxide  as  used  in  water  works  practice  is  generated  at 
the  place  of  use  by  mixing  aqueous  solutions  of  hypochlorous  acid  and 
sodium  chlorite  in  a  reaction  vessel  termed  a  generator.  Little  is  known 
of  the  reaction  in  terms  of  kinetics ,  yield,  or  mechanisms.  It  is  the 
purpose  of  this  research  to  seek  this  information. 

Within  a  pH  range  of  3.5  to  5.5  almost  all  of  the  chlorine  present 
is  in  the  form  of  hypochlorous  acid  and  the  chlorite  in  the  form  of 
the  ion^.  Thus  the  reaction  may  be  indicated  by  Equation  1. 

gHOCl  +  hC102*V  p  C102  ♦  q  ClOj"  4  rCl“,  (1) 

It  was  necessary  to  determine  the  values  of  g,  h,  pf  q  and  r.  Under 
certain  conditions  the  reaction  is  sufficiently  slow  to  allow  tracing 
of  absorbancies  due  to  hypochlorous  acid,  chlorite  and  chlorine  dioxide 
with  time  using  the  ultra-violet  range  of  the  spectrophotometer.  Calcula¬ 
tion  of  concentration  of  these  three  molecular  species  at  various  times 
was  then  possible.  Tracing  the  concentration  with  time  of  chlorate  or 
chloride  was  not  possible;  however,  concentration  of  these  two  latter 
species  could  be  measured  at  the  completion  of  a  run.  It  was  found  that 
the  relative  values  of  g,  h,  p,  q,  and  r  remained  constant  during  the 
course  of  a  single  run,  but  did  change  with  experimental  conditions . 

Also  with  the  concentration-tine  information  on  hypochlorous 
acid,  chlorite  and  chlorine  dioxide  it  became  possible  to  establish 
kinetic  equations.  The  reaction  rate  is  described  by  Equation  (2). 

*  k«pp  tHOClfldon"  (s) 

The  k  the  apparent  reaction  velocity  coefficient,  is  affected 
app, 

by  pH  and  by  buffer  concentration;  the  effect  of  each  on  the  k  was 

app 

determined.  Furthermore  each  of  the  several  components  of  _  were 

app 


— 


affsstcd  by  temperature  ;c  activities  energies  vers  determined.  Since 
the  stoichiometry  of  Equation  (l)  vas  reasonably  veil  supported  by 
measurement  and  the  need  of  oxidation-reduction  balance  apparent,  it 
became  possible  to  suggest  a  certain  reaction  mechanism. 

The  experimental  procedures,  methods  and  results  of  data  analysis, 
the  proposed  mechanisms  and  reaction  thermodynamics  are  described  in 
detail  in  the  succeeding  chapters  of  this  report. 
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CHAPTER  2 

EXPERIMENTAL  PROCEDURES 

In  this  section  is  included  a  discussion  of  the  reagents ,  equipment 
used,  the  analytical  procedures  and  the  actual  conduct  of  the  experiments. 

A.  Reagents 

1.  Organic  Free  Distilled  Water  (O.F.D.) 

The  preparation  of  vater  suitable  as  a  solvent  for  any  of  the 
oxychloro  species  was  one  of  the  most  troublesome  problems.  The 
procedure  adopted  involved  the  redistillation  of  regular  distilled 
vater  from  acid  permanganate  (l?,  conc.H2S04  1#  KMnOi*),  the 
permanganate  being  effective  in  removing  volatile  amines.  The 
distillate  traveled  through  a  long  vertical  column  containing  glass 
beads  and  wrapped  with  asbestos.  It  was  necessary  to  use  a  heating 
tape  near  the  top  of  the  column  in  order  to  break  the  continuous 
film  of  water  from  the  distillation  flask;  otherwise,  there  was 
creeping  of  the  permanganate  and  the  distillate  would  contain  about 
lO”5!!  of  the  oxidising  agent. 

2.  Hypochlorous  Acid  (U.0C1) 

Hypochlorous  acid  was  prepared  according  to  the  method  of 
Zimmerman  and  Strong  ^  by  saturating  water  with  chlorine  gas,, 
neutralising  to  a  pH  of  about  5  with  sodium  hydroxide,  and  distilling 
under  reduced  pressure  at  a  temperature  of  <15°C,  using  a  cold  finger 
submerged  in  an  acetone  -  dry  ice  trap.  The  first  distillate  was 
rejected  and  the  succeeding  ones  were  collected.  Silver  sulfate 
was  added  to  the  distillate  to  precipitate  the  remaining  chloride 
ions,  the  mixture  was  shaken  overnight,  and  the  solution  was  redistilled, 
the  first  distillate  again  being  rejected.  Previous  experience  has 
demonstrated  the  need  for  rejecting  the  first  distillate  in  each 
distillation.  This  procedure  yielded  a  distillate  which  gave  a 
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and  also  a  negative  test  for  sulfate  ions  when  barium  chloride 
vaa  added*  A  solution  of  about  0.05?'  hypochlorous  acid  resulted 
when  this  procedure  vas-used  for  its  preparation,  the  concentration 
being  determined  icdoaetrically  using  thiosulfate  with  starch 
as  the  indicator* 


3.  Chlorine  Dioxide  (C10^) 

Chlorine  dioxide  was  prepared  according  to  a  method  of 
Granstrom  and  Lee^  by  dissolving  U  grams  of  sodium  chlorite  in 


50  ml  distilled  water  in  the  reaction  vessel  -  to  this  was  added 


a  solution  of  2  grams  of  potassium  persulfate  in  100  ml  distilled 
water.  High  purity  nitrogen  gas  (Linde)  was  used  to  sweep  out  the 
chlorine  dioxide  formed;  this  Kg  -  ClOg  gas  mixture  was  passed 
through  a  dry  sodium  chlorite  column  to  remove  any  traces  of 
hypochlorous  acid  which  may  here  been  formed;  next,  the  gases 
were  passed  into  a  trap  to  remove  any  sodium  chlorite  dust  which 
may  have  been  carried  over  and  finally  the  chlorine  dioxide  was 
collected  in  cool  O.F.D.  water.  The  temperature  of  the  receiving 
solution  was  kept  from  0-10°C,  by  immersing  the  container  in  a 
beaker  of  crushed  ice;  this  increases  the  solubility  of  chlorine  diox¬ 
ide.  A  solution  concentration  which  ranged  fro©  2  to  10  x  10“%!, 
could  be  prepared  thus,  the  resulting  concentration  being  determined 
iodoaetrically  at  a  pH  of  1  to  1*5* 


fc.  Sodium  Chlorite  Solutions 

The  most  important  concern  in  the  preparation  of  sodium 
chlorite  solutions  was  the  purity  of  the  salt.  Finally  the  solutions 


were  prepared  from  an  analytical  grads  material  which,  on  iodomstric 
analysis,  was  98.25)  pure.  Sodium-  chlorite 

(3) 

apparently  deteriorates  aor?  rapidly  than  anticipated  •  The 
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salt  on  out  shelf  yielded  about  85%  chlorite  whereas  two  years  ago 
the  salt  was  about  98%  chlorite*  Attempts  to  recrystaliise  the 

(L\ 

sodium  chlorite  using  the  method  of  Weiner  were  somewhat 
disappointing;  apparently  we  could  increase  yield  to  only  about 
92%,  however,  a  fresh  sample  of  sodium  chlorite  (98t%)  was 
obtained  from  the  Olln  Mathieson  Co,  A  private  communication 
from  Or,  Max  Metsiger  of  that  company  provided  us  with  procedures 
for  further  repurification  which  we  did  not  believe  necessary.  See 
Appendix  A  for  procedures. 

5.  Buffer  System 

It  was  decided  to  use  a  phosphate  buffer  ays  tea-some  of  the 
organic  systems  which  are  appropriate  in  this  pH  range  especially 
acetic  acid— acetate  may  react  with  the  exychloro  compounds  present. 
It  is  not  likely  that  this  phosphate  system  would  be  thus  affected. 
Also  some  previous  experience  shewed  that  at  a  molal  concentration 
of  0,1  or  more  the  phosphate  buffer  system  would  hold  the  pH  constant 
under  the  experimental  conditions  anticipated  in  this  research. 

It  was  decided  to  hold  the  ionic  strength  of  the  reaction  at 
0,3  using  molal  concentrations  throughout.  This  necessitated 
evaluation  of  the  ionic  strength  of  the  buffer  systems  as  described 
below: 


1)  In  the  concentration  region  of  interest,  i,e, 

O,l«0»3  molal,  the  pH  of  a  KH2P04  solution  is  about  4,3. 

Thus  to  obtain  pH  of  5  it  would  be  necessary  to  add  KjHPO^, 

me  ** 

The  relative  amounts  of  and  HP04  at  a  pH  of  5  may  be 

calculated  thus:  .  (3) 

h2pq4  $11  +  hpo4 


tH+J  [HPOj,'] 

I-  ft  •muj^rtrtrt l  in — St  jj  JJ  X0:' 

[HgPO  4*J 
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or  at  a  pH  of  5» 


[HFO4  3  K2  7.5  x  10’ 


-8 


*  7.5  x  10 


.3 


[H2P04"J  Ih'*’]  1  x  10° 

or  about  99*25#  of  the  total  system  is  ia  the  form  of  HjPO^". 

Since  the  salt  KH2PO4  dissociates,  KH2PO4  +  K+  *  H2P0^"t  into 
two  monovalent  iocs,  the  ionic  strength  is  equal  to  the  concen¬ 
tration.  Thus,  at  a  pH  of  5  the  ionic  strength  of  *a  -  HF04* 

system  can  be  considered  to  be  equal  to  the  concentration  of  the 
KH2P04  salt. 

2)  Similarly  to  obtain  a  pH  of  say  VOtt3>&  1*  added 

to  the  !CH2P04  salt. 

The  relative  concentrations  of  the  acid  and  the  salt' 
could  be  calculated  es  follows: 
h,po4*  HjPO^  +  h* 


[H,P0  ■]  [H*J  j 

K.  «  ,  *  *  1.1  x  10 

[H3PO43 

or  pt  a  pH. of 


(5) 

(6) 


[H2P°4“3  .  Kj  1.1  x  10: 


,-2 


*  1.1  x  10t 


Ih  3k)41  [H  3  ix  io“ 

or  the  salt  concentration  is  100  tines  the  acid  concentration. 
Thus  the  ionic  strength  of  the  H3F04«i0i2P04  systea  could  be 


considered  equal  to  the  concentration  of  the 


salt. 


To  prepare  the  buffer  systems  to  be  used,  either  HgFO  or 
K2HP04  solution  was  added  to  the  KH2P04  solution.  At  each  of 
the  reaction  pH*s  («i.2,  b*5  or  5*0)  three  different  buffer 
concentrations  would  be  used  in  the  reaction  runs,  namely  0.1, 
0.2  and  0.3  aolal.  Since  the  buffer  concentration  affects  the 


pH,  nim 


concentrated  .buffers;  were  prepared  in  sets 


l 
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p? 

& 

p 

1  m 

m 
■  |r§ | 
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of  three;  each  of  tbs  sets  hiring  a  nominal  pH.  Thus,  for  a 
given  pH  the  appropriate  concentrated  buffer  would  upon  dilution 
yield  that  pH  value.  At  a  different  dilution  of  that  concentrated 
buffer  the  final  pH  would  be  different.  To  avoid  this*  the  pH 
of  the  concentrated  buffer  vae  adjusted  slightly. 

All  other  cheaicals  used  were  reagent  or  analytical  reagent 
grade  except  those  as  described  previously  in  this  section. 

Equipment  -  The  equipment  in  this  research  included: 

1.  Cary  Recording  Spectrophotometer  tfodel  IIS  with  a  hydrogen 
discharge  lamp.  Matched  pairs  of  1.00  and  10.00  cm  silica 
cells  with  ground  glass  stoppers  were  used;  cell  corrections 
were  made  when  necessary. 

2.  Beckman,  Itodel  G,  pH  meter 

3.  Fisher,  Type  S  Potentiometer  with  silver-silver  chloride  and 
calomel  electrodes.  The  calomel ; electrode  was  physically 
connected  to  the  solution  under  analysis  by  a  potassium  nitrate- 
agar  U  tube  salt  bridge. 

k.  Precision  Scientific  Co.  constant  temperature  water  bath 
(circulating  system)  was  used  when  the  reaction  temperature 
was  above  ambient.  The  water  was  circulated  using  a  Fisher 
Circulating  Pump,  Model  B-i.  When  reaction  temperature  was 
less  than  ambient  the  contents  of  the  water  bath  were  cooled 
by  circulating  cold  water  through  the  coils.  This  outside 
cold  water  vas  itself  cooled  by  submerged  coils  which  were 
in  effect  the  remote  coils  of  a  refrigerator. 

The  additional  apparatus  used  in  conjunction  with  the 
procedures  In  this  report,  outside  of  the  apparatus  described, 
were,  for  the  most  part,  of  the  simple  laboratory  equipment  type. 


C.  Measurements 
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!•  Spectral  Calibration  of  hypochlorous  Acid.  Chlorite  *od_Cfr4ogiue 

Dioxf.de 

■  awruiiiiiw 

Previous  experience  indicated  that  very  accurate  value*  of  nolar 
absorptivity  ware  needed  to  trace  the  reactions  of  the  research.  Also 
previous  experience  revealed  the  extreme  difficulty  of  obtaining 
repliciticity  of  these  values.  However,  now  it  appears  that  a 
satisfactory  system  has  been  established.  The  spectra  of  hypochlorous 
acid,  chlorite  and  chlorine  dioxide  are  shown  in  Appendix  B. 

a.  Cclittction  of.  Calibration  Data 

The  reagents  and  buffers  were  prepared  ae  described  in  Section  A 
end  concentration  determinations  of  the  oxydiloro  species  were  done 
using  the  iodometric  technique  with  thiosulfate  end  starch  indicator. 

The  pH  values  used  were  approximately  4  for  hypochlorous  acid  and  1.0 
to  1.5  for  chlorite  and  chlorine  dioxide.  Spectre  were  taken  using  a 
Cary  Recording  Spectrophotometer  Model  11S.  Because  of  the  relative 
instability  of  these  oxychloro  compounds,  it  was  necessary  to  determine 
concentration  by  titration  simultaneously  with  the  spectrum  treeing. 

This  was  repeated  numerous  times  with  each  specie*  under  e  variety  of 
the  typical  conditions  which  will  be  used  for  the  kinetic  runs.  That 
is,  pH  4.2  to  5,0,  buffer  concentration  0. 1  to  0.3  aolel,  end  ionic 
strength  up  to  0.3  molal  using  sodium  sulfate. 

b.  Analysis  of  the  Data 

As  anticipated  the  wave  lengths  of  maximum  absorbency  were  235,  260, 
end  357  mu  for  hypochlorous  acid,  chlorite  ion  and  chlorine  dioxide 
respectively.  At  238  mu  the  spectrum  of  chlorite  is  in  a  valley, 
wfeerea a  at  235  m  the  spectrum  Is  rising  steeply.  .•••Oeu,  • 
the  other  hand  the  spectrum  of  hypochlorous  acid  ir  -tMtimiBly' 

..flat  in  the  region  of  230*240  mu*  Therefore,  the  wive  lengths  ^rv.y> 


SvXvvwu  Jw  obioifjptivity  t«x.ub  de  terminations  were  236,  2o0 
and  $57  ay.  The  values  obtained  for  each  of  the  oxychloro 
species  at  each  of  the  three  wave  lengths  are  shown  in  Table  1. 


ms&J. 

!  Solar  Abeorptlvities  of  H0C1,  ClOj*  and  CIC* 


Wave  Length 

m 

Chlorine 

Dioxide 

Chlorite 

Ion 

Hypochlorous 

Acid 

238 

ikC 

66 

102 

26® 

k5 

155 

kk 

357 

12k2 

k.k 

1.7 

c.  Experimental  Difficulties 

Stock  solutions  of  chlorine  dioxide  preyed  to  be 
sccaevhat  unstable  and  were  always  prepared  on  the  day  of  use 
and  stored  at  ref  iterator  temp  tture  when  not  in  use.  The 
instability  of  chlorine  dioxi  pears  to  derive  from  its 
volatility  at  an  air-water  interface.  Dilutions  in  stoppered 
Cary  cells  showed  no  evidence  of  light-activated  decomposition 
in  the  apectrophotooeter  with  tine.  Therefore,  the  precautions 
taken  bear  only  on  the  calibration  runs  and  will  not  affect 
the  absorbency  readings  on  chlorine  dioxide  being  produced  by 
reaction  with  the  Cary  cell, 
d.  Analysis  of  Calibration  Data 

Using  this  sloult&aecus  titration  -  absorbancy  tracing 
procedure,  it  was  determined  that  solutions  of  chlorine  dioxide 
follow  Seer's  law  up  to  a  concentration  of  Ik  x  10“  aolar. 
There  was  see*  indication  that  at  higher  concentrations  the 
absorbancy  tends  to  fall  below  this  linear  relationship.  This 
was  not  investigated  since  concentrations  of  chlorine  dioxide 
higher  than  this  value  were  not  generated  in  this  research. 
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In  the  final  determination  of  this  adherence  to  Beer's 
lav,  only  replicated  data  at  each  of  five  concentrations  vas 
used.  Thereby  the  reproducibility  of  both  absorbancy  and  titrated 
molarity  could  he  expressed'  finally,  a  least  squares  fit  of 
the  replicate  data  was  calculated  as  follows: 

A  »  0.00U3  <>  1?36  C 

where  A  is  the  recorded  absorbancy  at  35?  ®w  aad  C  is  the  molar 
concentration  of  chlorine  dioxide.  This  linear  relationship 
passes  through  the  cross  at  each  concentration  formed  by  lines 
extending  horisc&tally  and  vertically  one  standard  deviation 
from  the  mean  absorbancy  -  r.ean  molar  concentration. 

Since  this  relationship  nearly  approaches  but  does  not 
exactly  pass  through  the  origin,  it  vas  felt  that  further 
refinement  was  not  warranted  but  that  a  man  value  of  12h2  could 
be  considered.  Once  the  experimental  difficulties  were  resolved 
it  vas  possible  using  replicate  dilutions  of  a  single  cdncehtratibn 
to  obtain  molar  absorptivity  values  with  average  deviations  of 
♦2?. 

Measurements,  of  Chloride  and  Chlorate 

' Useof' potent fobe try  was  cb'de  in.rnnlyaiS'of  tftb'-fdraa  of  - chlorine 
in  the  system  at  the  completion  of  a  run*  The  equipment  included 
a  Type  S  Fisher  Potentiometer,  a  calomel  electrode  vessel,  and  a 
silver-silver  chloride  electrode.  The  calomel  electrode  vessel 
consisted  of  an  agar  salt  bridge  and  a  saturated  mercury  calomel 
electrode*  The  agar  salt  bridge^)  consists  of  a  narrow  U-shaped 
tube  filled  with  a  gel  of  saturated  potassium  nitrate  in  agar*  _  v-, 

-  -  '  -1  *v  '  "  ' 

This  gel  is  prepared  by  heating  30  gau  potassium  nitrate,  3  gn* 
agar  and  100  ml.  of  distilled  water  e*utly,  until  all  bss  gome 
into  solution  and  the  solution  is  clear*  Analysis  vas  carried 
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out  by  tbs  silver-silver  chloride  electrode  and  one  end 

of  the  salt  bridge  in  a  beaker  containing  the  solution  of  chloride 
to  be  titrated  and  titrating  with  silver  nitrate.  The  normality 
of  the  silver  nitrate  was  previously  determined  using  this 
pctentiaaetrie  titration  with  a  chloride  solution  as  a  primary 
standard. 

Two  types  of  reductions  were  carried  out  on  the  system  at 
th&  completion  of  a  run  and  the  reduced  solutions  were  titrated 
potentiooetrically  for  chloride* 

1.  The  chloride  formed  as  a  product  of  the  reaction  was  determined 
ty  the  reduction  with  hydroxylamine  sulfate. ^  The  following 
procedure  was  used:  Equal  amounts  of  each  half  sample  were 
mixed  and  allowed  to  react  for  the  same  length  of  time  that 
the  reaction  had  been  traced  in  the  spectrophotometer  run. 
Twenty-five  ml.  of  hydroxylamine  sulfate  solution  (0.1M)  was 
added  and  the  resulting  solution  titrated  potentiometrically 
with  a  silver  nitrate  solution  of  known  concentration.  The 
calculations  and  discussion  of  these  data  are  described  in 
Section  F  of  Chapter  3. 

2*  Amalgamated  sine  in  a  Jones  re  due  toy5  column  served  as  the 

reducing  agent  to  reduce  the  chlorate  in  the  system  to  chloride. 
31a  amalgamated  sine  for  use  in  the  re due tor  column  is  prepared 
as  follows:^  Add  300  ml*  of  a  2t  mercuric  nitrate  solution 
•  and  1.5  ml.  of  concentrated  nitric  acid  to  30C  gm.  of  pure 
20  mesh  tine  in  a  beaker.  Stir  the  mixture  thoroughly  for 
5  to  1C  minutes ,  then  decant  the  solution  from  the  sine  and 
wash  2  or  3  times  by  decantation.  Fill  the  reductor  tube 
with  water,  then  add  the  sine  slowly  until  the  column  is 
completely  packed.  UAsh  with  500  ml.  of  distilled  water. 


-12- 


using  gentle  suction. 

The  following  procedure was*  used '  for;  analysis  of  the 
fixture  for  total  amount  of  chlorine  present  in  all  forms  at 
the  end  of  the  reaction*  Equal  amounts  of  each  half  sample 
vem  mixed  and  alloyed  to  react  for  the  same  length  of  time 
the  reaction  was  followed  in  the  spectrophotometer .  Fifty 
ml.  of  sulfuric  acid  and  7.5  ml*  of  0*1  If  sodium  molybdate 
were  added  to  this  and  the  solution  passed  through  the  Jones 
redactor  column*  The  column,  reaction  beaker  and  filter  flask 
were  washed  three  times  with  small'  portions  of  distilled  water 
and  these  washings  added  to  the  filtrate.  The  Mo44*,  making 
the  solution  green,  was  oxidised  to  MbO*  *  (colorless)  by 
dxopvrise  addition  of  0.1H  potassium  permanganate  solution.  The 
pH  of  the  solution,  which  was  initially  around  0.3*  was  then 
adjusted  to  1.5  with  solid  dibasic  potassium  phosphate. 


The  solution  was  titrated  potentiometrically  with  silver  nitrate* 
The  calculations  and  discussion  of  these  data  are  described 


1.  Laboratory 

All  speetrophotometric  observations  were  mads  in  an  air 
conditioned  laboratory.  The  ttbiect  temperature  was  about 
22°C  and  the  variation  during  a  day  was  less  than  1°C. 
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2.  Reaction  Solutions 

All  *«lufcl«a§  u||4  in  |tu  reaction  were  brought  to  reacdtra 
temperature  by  placing  in  a  water  bath  kept  at  that  temperature. 
The  nominal  temperature®  uaad  in  these  experiments  were  12.5*C» 
23.1#C  and  30.3*C. 

3.  Cell  Chamber 

The  cell  chamber  of  the  spectrophotometer  has  included 
within  its  wall,  coils  through  which  water  from  the  water  bath 
can  be  circulated*  The  liquid  contents  of  the  cells  were 
usually  1*C  warmer  than  the  temperature  of  the  circulating 
water. 

4.  Hater  Bath  System 

Temperature  control  of  the  circulating  water  was  maintained 
by  use  of  a  water  bath  equipped  with  a  mercury  column  thermostat 
and  heating  coils.  An  Integral  pump  circulated  the  contents 
of  this  bath  through  the  spectrophotometer.  When  the  reaction 
temperature  was  less  than  ambient  the  contents  of  this  water 
bath  were  cooled  by  pumping  cold  water  through  colls  submerged 
in  the  bath.  The  source  of  cold  watar  was  a  tank  into  which 
was  submerged  the  coils  of  a  refrigerate?: 

The  temperature  range  of  the  water  circulating  external 
to  this  system,  l.e.  through  the  spectrophotometer,  was  less  than 
0.5*C  after  equilibrium  was  established. 

The  temperature  recorded  for  a  given  run  was  the  average 
of  the  temperature  at  the  beginning  and  at  the  end  of  the  run* 

The  temperature  at  the  beginning  of  the  run  was  taken  of  the 
reaction  solution  at  the  time  of  nixing.  The  temperature  at  the 
end  of  a  run  was  taken  by  inserting  a  thermometer  Into  the 
contents  of  the  cell. 

E.  Making  A  Run  to  Trace  The  Concentrations  of  Hypochlorous  Acid, 
Chlorite  and  Chlorine  Dioxide  -  The  step  by  step  procedure  used  in 
the  collection  of  the  spectrophotometric  data  is  shown  as  follows: 

~  -  — *  -  — —  — — * — -  ■■■■■»  -  r. 


-14- 


1  .  stock  Solutions  O?  hypOChlO?OU5  *m<3 

Culwritc  wEjtE  pfcpoTuu  wlu  the  COuCeutrativtiS  uvt^rilucu 

iodoaetrically. 

2.  Aliquots  of  these  stock  solutions  were  taken  to  prepare 
each  half  sample  and  the  buffer  or  buffer  electrolyte 
was  added. 

3.  The  concentration  of  each  half-sample  was  determined 
speetrophotonetrically. 

4.  Equal  volumes  of  the  tvo  solutions  vere  mixed  intimately 
at  time  zero. 

5.  A  portion  of  the  mixture  was  pipetted  into  the  cuvette 
(either  1  cm.  or  10  cm.)  which  was  then  put  into  the 
instrument.  The  blank  cell  contained  all  of  the  mixture 
components  except  the  reactants. 

6.  The  drive  mechanism  of  the  instrument  was  turned  csn.after 
the  reaction  cell  vas  in  place,  and  the  time  of  the 
reaction  was  noted.  Because  the  scan  speed  of  the  instrument 
is  known,  the  time  at  any  point  on  the  tracing  can  be 
determined,  A  tracing  of  the  absorbancy  at  a  given 

wave  length  vs.  time  or  absorbancy  vs.  wave  length  vas 
obtained  for  each  run.  It  vas  decided  to  repeat  the 
experiment  at  each  of  the  three  wave  lengths,  35? »  260,  end 
238  mu  in  order  to  trace  the  reactions.  This  procedure 
was  followed  in  Buns  8,  1**,  19,  20  ,  24  ,  25  ,  27-31,  43-66, 
84-9$  these  runs  were  designated  A,  B,  and  C  respectively. 

However,  experience  showed  that  when  the  reaction  is 
reasonably  slow,  l.e.  time  of  completion  >  15  minutes, 
it  would  be  possible  to  collect  enough  readings  for  each 
of  the  three  wave  lengths  by  scanning  repeatedly  from 
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220  to  380«»,.  This  was  ascssplishsd  by  reversing  the 


direction  of  the  drive  mechanise  when  cither  the  22o  or 


SSOciy  wave  length  was  reached.  The  tines  were  noted  on 
the  tracing,  and  it  was  observed  that  a  scan  from  380  to 
220bm  could  ba  taken  every  kO  seconds,  or  faster,  if  desired. 
Thin  procedure  was  followed  L.i  Runs  3  and  4  and  feh$s&  runs 
were  designated  as  K  runs *  Nevertheless  9  this  procedure  was 
discontinued  after  Run  4  in  favor  of  the  A,  B,  C  Runs 
because  of  the  lengthy  procedure  necessary  to  calculate  the 
component  concentrations.  The  computational  techniques 
'used  to  convert  the  speetrophoteaietric  tracings  to  concen¬ 
trations  of  hypo chlorous  acid,  chlorite  and  chlorine  dioxide 
are  shown  in  Section  A  of  Chapter  3* 


F.  Check  on  the  Reaction  Between  Chlorine  Dioxide  with 

mmmmm  m  ■  Wfcvwwwtw* 


In  addition  to  the  actual  kinetic  .-rvms*;--sbvdfal  -parallel 
runs  were  made  by  taking  separate  mixtures  of  each 
component  and  chlorine  dioxide.  These  were  prepared  in 
order  to  check  if l-pay  reaction  tcok..place  between  .them. 

These  dual  reaction  studies  were  done  on  solutions  of  chlorin- 


dioxide  end  chlorite  jxd>?wf .  hypochlcrcus:  -.eird  ind  chlorine  ' 


dioxide i  ; The  ■  result*^ ’Obtuinec  fro.? “these* studies  iridic. "ted 
tint  vtty  rection h6t1?#an  fe^ch  re.-et^nt  i.nd  the  product  is 
very  r. low j  f.ndvthi-refos-fc t  negligible  in  comparison  with 
the  r-.t-e  of  re:  ction  of  chlorite  nd  hyposhloroua  acid.  This 
ic  in  Agreement  with  the  'work*  of  Flic  £t  -  vJlo  found  that 
the  reaction  of  hypeehlorous  :  cid  and  chlorine  dioxide  i s'Vef* 
slow  ;  nd ' therefore  ,  would . not  contribute  significantly  to  the 
overall  reaction  of  hypochlorous  acid  and  chlorite. 
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G.-  Experimental  Difficulties 

There  were  several  experimental  difficulties  with 
vhich  there  was  concern.  As  described  above  in  Section  C.c. 
of  this  chapter  the  volatility  of  chlorine  dioxide  is 
high  -  this  gave  sone  difficulty  in  the  determination 
of  the  molar  absorptivity.  However,  by  sianlteaeous 
titration  and  spectrophotooetric  observation,  repllcitlcity 
was  noted.  _ 

The  rate  of  the  reaction  which  Is  described  by 
Equation  1,  la  pH  dependent  -  this  necessitated  the  use  of 
c  buffer  system.  The  buffer  system  affected  the  reaction 
rate;  consequently  buffer  concentration  became  another 
variable  to  be  considered  tripling  the  number  of  rune 
necessary. 

As  will  be  shown  in  Chapter  3*  computation  for  the 
concentration  values  of  hypochlorous  acid,  chlorite  and 
chlorine  dioxide  necessitates  the  solution  of  three 
simultaneous  equations.  The  solar  absorptivity  values 
shown  in  Table  1  are  coefficients  in  these  equations. 

The  very  similarity  of  absorptivity  values  of  the  three 
components  at  the  238  and  the  260  mp  ware  lengths  results 
in  computational  difficulties.  A  slight  error  in  the  value 
of  solar  absorptivity  or  of  the  observed  absorbancy  is 
magnified  considerably  in  final  values  obtained  of  the 
concentration  hypochlorous  acid,  chlorite  and  chlorine 
dioxide.  The  manners  of  adjustments  of  tbe  data  are 


described  in  Chapter  3 
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CHAPTER  3 
AHALTSIS  OF  DATA 


During  the  course  of  the  experimentation  for  this  research, 
oc*  100  kinetic  runs  were  made.  In  addition,  measurements  for  chloride 
Ad  chlorate  formation  cm  all  but  the  first  23  runs  were  aside.  Unfortunately 
the  date  from  all  the  runs  were  not  usable 

A.  Conversion  of  Spent ronhotoaetric  Data  to  Concentration  Values  for 
Hypcchlorous  Add.  Chlorite  m&  Chlorine  Dioxide 

Fran  the  tracings  obtained  on  the  spectrophotometer  '  charts  durinc 

he  coaxss  of  a  reaction,  absorbancy  data  at  designated  tines  at  238,  260, 

nd  357  au  were  picked  off  of  the  tracings  and  tabulated.  Cell  correction 

aluee  vcre  applied  and  the  final  values  of  absorbancy  at  each  of  the 

three  wcve  lengths  were  plotted  against  tine. 

k  smooth  curve  was  drawn  through  the  points.  A  typical  run  might 

leld  a  set  of  curveu  such  as  shown  in  Figure  1.  FTom  these  curves , 

uibsorbaaey  values  at  each  of  the  three  wave  lengths  could  be  selected  at 


ny  time. 


357m» 


absorb Huey 


1  ,  • 

1 


Time-4  Jin 


238mu 

260mv! 


FIGURE 

Absorbancy  Values  vs.  Time ,  at  Wave  Length  I  iriicat&d 
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It  hm  been  shown  that  the  total  absorbancy  at  any  ware  length  is 
due  to  the  sun  of  the  absorbancy  of  the  various  species  in  solution.  Thus* 
the'  f  ollowing  equations  may  be  written: 

43’8  *  '238-C102  tC102]  *  £238-C10g  -  IC1V>  *  «23<UKJC1  tB0C1)  <T> 

V.  *  'fcca,  tC102]  *  '260-0,02-  lC10P  *  *260-8001  'H0C1>  <8> 

'\,T  ’  c35T-Ci02  tcl02)  *  “357-ClO^'  tcl02  1  *  '35T-H0C1  lHoclJ 

is  which 

A  «  absorbancy 
:  *  moist*  absorptivity 
Cl  *  acler  concentration 

the  adscripts  refer  to  the  wave  length  end  species  indicated.  The  values 
f  the  moler  absorptivity,  os  shown  in  Section  C,  Chapter  2,  were  n.tu 
itltuted  into  the  above  equations.  Thus,  the  values  of  the  "A*s"  ard  the 
-  a"  were  knovn  allowing  the  solution  of  the  above  equations  for  the 
ue  i  of  [HCC1],  [C102“],  and  {CIO,,] .  These  concentration  values  wore  thei 
iott  id  os  shown  in  Figure  2. 

An  inventory  of  the  various  runs  used  in  the  calculations  is  shown  in 
le  2.  As  explained  below  in  Section  C  of  this  chapter,  the  results  o * 

*  )f  the  run*  made  were  so  erratic  that  it  vac  not  possible  to  include 
m  In  the  cal  •■dilations.  It  nay  be  noted  that  the  variables  considered 
e  ietsperatur pH  and  buffer  concentration. 

1  iSl^SteStiSB  of  the  Apparent  fraction  Velocity  Coefficients 
Solul  on  of  Equation  2 

SlSSd  .  it™  t»ocif  (cio2]»  (2) 

re  ii  res  evelus.  ten  for  k _ ,  m  and  n.  The  value  of  the  left  hand  Ride  or 

»PP 

EV  rttoo  2  at  any  tlw  t  cu>  be  by  tteii*  to.  tw,  erre 
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■3 

9.22 

10.03 

7 

10.3* 

10.*5 

9 

10.3* 

10.29 

9 

12.65 

10.29 

30 

9.85 

10.19 

31 

9.71 

10.10 

*3 

9.35 

9.90 

** 

9.17 

10.10 

*5 

9.90 

10.23 

*6 

9.56 

10.23 

*7 

9.36 

9.9* 

*8 

9.*6 

9.77 

*9 

9.70 

9.90 

51 

8.97 

10.06 

52 

10.25 

10.10 

53 

9.51 

9.68 

>6 

9.75 

9.71 

:;3 

9.66 

9.9* 

59 

10.3* 

10.13 

*;0 

9.95 

9.97 

ol 

9.51 

10.03 

C2 

10.29 

10.19 

€3 

10.39 

9.7* 

f:5 

9.85 

9.65 

5 

10.3* 

9.9* 

9.75 

9.61 

9.56 

9.75 

9.80 

9.75 

9.*1 

9.36 

10.6* 


10.10 

10.23 

10.10 

10.00 

10.32 

10.32 

9.9* 

9.9* 

10.00 
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tABIiS  2 

Expert— nt*l  Conditions  and  Value  of  Apparent  Reaction  Velocity 

Coefficient  k  for  Kinetic  Ran® 

•PP 

Ionic  Strength  Constat  at  0.3y 

Initial.  Initial  'pH  rnffer  To*.  k( 

fsw.ll  rciOel  aolal  C  r  ■ 


*.36 

*.35 

*.35 

*.32 

*.*3 

*.51 

*.5* 

*.25 

*.21 

5.01 

*.91 

5.01 

5.02 

*.2* 

5.02 

5.00 

5.00 

*.99 

*.87 

5.00 

5.00 

5.00 

5.0* 

*.21 

*.25 

*.19 

*.19 

*.19 

*.51 

*.51 

*.51 

*.*6 

*.*9 

*.23 

*.28 

*.22 

*.51 

*.52 

*.53 

5.02 

*.99 

*.98 


nin.* 

0.1 

21.6 

290 

0.1 

21.3 

230 

0.1 

21.3 

260 

0.2 

21.7 

5*0 

0.3 

22.8 

*58 

0.1 

25.2 

365 

0.1 

23.6 

265 

0.1 

22.2 

*95 

0.2 

22.0 

610 

0.1 

22.9 

157 

0.2 

23.1 

218 

0.3 

2*  .2 

150 

0.3 

25.8 

163 

0.3 

25.* 

1085 

0.1 

30.7 

181 

0.1 

30.5 

207 

0.1 

30.7 

190 

0.1 

30.8 

163 

0.2 

30.2 

285 

0.2 

30.2 

277 

0.2 

30.0 

225 

0.3 

30.9 

21* 

0.3 

31.0 

26* 

0.1 

30.9 

513 

OJZ 

770 

0.2 

>.6 

980 

0.3 

j0.8 

1150 

0.3 

30.6 

1230 

0.1 

30.8 

3*5 

0.1 

31.0 

335 

0.2 

33.6 

-tBO 

0.3 

31.5 

5*0 

0.3 

30.3 

5*0 

0.2 

13.5 

6©0 

0.3 

13.7 

5*0 

0.1 

12.0 

‘3*0 

0.3 

11,.  5 

365 

0.2 

12.* 

306 

0.1 

12.5 

390 

0.3 

12.2 

166 

0.2 

1 2.2 

159 

0.1 

12.6 

1*3 

At  *1*®  sesse  instant  of  tins,  the  nltw  of  hypoehlorous 
end  c  lorit®  concentrations  css  Is®  taken  from  the  t<mf  ficore.  It 
«ff9»s»S*  ia  the  initial  calculation,  that  m  and  n  are  unity,  This 
’’msssptl  *»,  %s  hofss  out  if,  Glaring  the  course  of  a  single  run,  the  value 
f  k  tmz&rs  constant.  This  urns  found  to  b®  true;  that  is,  the  rate 
nuatios  K..-y  be  written* 


IH0C1}  {C10?"l 


(2a) 


'.;5fc  values  of  kmm-  tbm  detcradned  are  shown  in  Table  2. 

*  MteSst&LPtJto ,  rate 

!n  ortotn  rues  the  TOlaes  of  k  obtained  flroe  solution  of 

«PP 

•ns&ii  >n  avt  several  points  in  tine  were  not  reasonably  constant  and 
bowed  nr:  ■■:  -  finite  trend*  Tor  these  a  saw  runs  it  was  noted  that  the 


rjterc’sp ;■  'stained  by  back  extrapolation  to  sero  tiae  of  the  concentration- 
lass  caar/ss-  as  illustrated  by  Figure  2  did  not  match  the  sero  tine  value 
btsln-sf.  V  independent  observation.  A a  described  in  Section  E  of 
Mptsr  *,  ssro-iins  r&lues  of  concentration  of  hypoehlorous  mold  end 

ilorl.'s  were  obtained  by  Independent  spectrophotcswtric  readisgs  ca 


’ipss*'s-e  ssea^lea  of  esch  of  the  two  reactants.  These  sqpsrs&s  *aagpl«t 
•*r®  €.':« Ignited  as  balf-sarp^as.  The  two  separate  ensples  which  betar-a*  upi 
'is&R$.t  •H4»  rawfelsn  solution  wbre  equal  in  voluaei  to  dividing  the  a^ectro*. 
'rotes?  -it trie  .feeding  obtained  by  tv.  sad  using  the  sober  absorptivity 


slue*  eh  shown  in  Table  1®  it  vae  possible  t©  ecaspute  the  aero-tiaLi 


sacse-traticri  values  of  hypoehlorous  weld,  and  of  chlorite. 


sro* 


fuss  were  not  ceinei&sat  the  adjustments 
1?  the  torn  points  did  not  coiacid;  the  wh 
tr fe  was  -acved  vertically  to  silica-  it  to 


were  made  as 
ole  fifcsortfite; 
pass  thj-xr<>. 


,ii»~ 
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D. 


sample  zero-tine  value  e  Siace  the  absorbeneles  due  to  hypo- 

chlorous  acid  and  chlorite  at  357  %  ere  so  small  no  adjustment 

of  the  absorbancy-time  curve  at  that  wave  length  was  necessary. 

2.  The  new  values  of  absorbancies  at  23@  and  at  260  my  thus  obtained 

were  used  to  recalculate  the  concentration  values  for  hypochlorous 

acid  and  chlorite.  The  inconsistencies  noted  above 9  notably  the 

variations  in  the  k _  values,  were  eliminated  in,  most  instances. 

app 

Evaluation  of  the  Ccsrooaants  of  Apparent  Reaction  Velocity 
Coefficient 

It  is  apparent  that  the  values  of  k  obtained  ore  influenced 

app 

by  pH 9  buffer  molality  and  temperature.  Evaluation  of  these  several 

variables  is  discussed  in  this  Section.  The  values  of  kQpp  taken  from 

Table  2  are  plotted  against  hydrogen  ion  activity  on  Figures  3,  rad  5  • 

Figure  3  is  for  the  values  at  12.5°C»  Figure  U  for  23.1°C  and  Figure  5 

for  30.3°C.  On  each  of  the  figures  the  values  of  k  versus  (H*) 

app 

values  ere  plotted  separately  for  the  different  buffer  molalities. 

Because  the  computed  value  of  k  was  not  always  constant  for  a 

app 

single  run  despite  the  adjustment  described  in  Section  C  above*  the 
range  of  values  are  iedicated  by  a  vertical  line  on  the  plot.  Straight 
lines  were  drawn  by  eye  through  the  plotted  points  or  lines.  The 
slopes  of  these  straight  lines  were  designated  as  and  are 
shown  in  Table  3. 


TABLE  3 

Values  of  Slope  (S^)  versus  (H*5*)  at  Buffer.  Molality  and  Tempera^ 
ture  Indicated.  Dimensions  of  are  i  mole*"*  min. 


Temperature 

fc 

Buffer  Kolality 

0.1  0*2  0.3 

Intercept  vali 

k  at  (W)  < 

app  * 

12,5 

4.0x10*® 

6.9*10*® 

s.&ao46 

90 

23.1 

■Ipr  *■. 

8,8zX0*S 

22.9xl0*6 

30.3 

7. 2x10*® 

11.9x10*® 

ion 

h 


* 

j 

t 

k 


!  i 
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The  finite  valut  of  tha  iatas’esy  eg  ,  md  the  increase  is  fc 

app 

value©  pith  hydrogen  ion  activity  and  pith  buffer  stoiality  on 
Figures  3  to  5,  suggests  that  the  reaction  rets  is  geaera?l  acid 
catalysed  -  the  three  acids  bei as?  water,  hydrogen  ion  buffer. 
Hie  form  of  the  equation,  for  each  temperature,  suggacted  by  th® 
plot  an  Figures  3  to  5  is: 


k  »k  +!_■««  4  $«  r^i  rsi  (Hi 

app  w  m *  *  -  - 

In  which 

k  -  that  ©srtios  of  the  reaction  velocity  coefficient  due  to 
u 

the  oresence  of  water  ssuitiplied  by  the  welar  eesa^traiiea 
of  water  in  ib©  reaction*  The  concentration  of  water  is 
aostcaed  constant. 

-that  portion  of  the  reaction  velocity  coefficient  due  to 
the  presence  of  hydrogen  ion  at  buffer  molality  equal  to 
aero. 

Sj  -  that  portion  of  the  reaction  velocity  coefficient  dua  to 
the  buffer  tsolality  and  tc  hydrogen  ten  at  sess  vahm  of 
buffer  molality  greater  then  sera. 

[B]  -Buffer  molality 

At  each  of  the  three  temperatures  used  ies  this  res  ©arch, 
the  intercept  values  of  kg^  at  |H4*i  »  0  are  independent  of 
buffer  molality.  There  fere,  the  values  ©f  k  are  **8,  100,  ®sd 

j 

121  a  cols  “  ®ia  "*  at  the  temperatures  of  12,3,  13,1  sad 
respectively. 
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2.  Effect  of  'iydroggra  iw  Activity  and  buffer  folaIifcy  on  Reaction 
Rate 

It  may  be  sea©  fro®  Figures  3  to  5  that  the  reaction  rate 
increases  linearly  with  the  hydrogen  ion  activity.  Also  the 
rate  is  increased  with  buffer  mslalJty.  To  evaluate  the  effect 
of  each  of  these  two  acids  the  following  procedure  was  used: 

The  slope  values  of  the  lines  on  Figures  3  to  5,  designated 
as  S|  were  plotted  versus  buffer  molality  on  Figure  6. 

The  intercept  values  at  buffer  molality  equal  sere  are 
designated  as  and  the  slopes  of  the  lines  as  S2. 

The  values  obtained  are  given  in  Table  4. 


TABLE  4 

Values  of  Constants  to  be  Used  In  Solution  of  Equation  (10) 
for  k  at  Te^spetature  *T©fced. 


12.5 

23.1 


k 

w 

-T-  *  -1 


90 

100 

120 


i^Eole^-ain”1 

slO”6 


1.75 


3.1 


a  <a  a 

£  taole~  tain” 


xlO 

24.2 

35.2 
42.9 


*6 


3 .  Kimvole  of  Use  of  Eouatior.  (10) 


let  Temp  *  30®C,  Buffer  ’folallty  «  0.3,  [H*J  ®  5x1 0" 


V  ’  K  *  kS4.  t»+)  *  S2  |BJ  [B+j  <KS> 

Selection  of  the  values  ot  toefficienta  froa  Table  4  and 
substituting  values  of  variables  into  Equation  (10)  yield: 

kap?  18  120  +  ‘3*1  *  lo€j  %  +  C*2.W*I  s  ^sslcT5]  8  |0.31 

-  120  -f  153  +  645 
*  920 


j 

I 


i 


! 

I 


(M. 

(O 

2 

.E 

f* 

€0 


-Sf  .J5T - 

V 


Proa  Figure  5  the  values  obtained  for  these  conditions  is 
920  also. 


PatatsaiaiSfeica  of  Activation  Energies 

It  is  noted  ires  Figures  3to  6  that  the  reaction  rat©  is  Increased 
with  tes^sarstuse  within  the  reage  used  la  this  research*  i.e.  12-30®C» 
She  data  collected  sake®  possible  the  computation  of  activation 
energies  of  each  of  the  three  eospme©t§9  k^„  and  S^.  Information 
on  the  activation  energies  noe  only  aids  ie  the  analysis  of  the 


of  the  values  of  k  at  experimental  conditions  other  than  those 

app 

used  in  the  research.  To  eospufce  the  activation  energies  the 


Arrhenius  Equation  was  used  -  Equation  (11). 


k  ®  Ae 
£n  k  ®>  £cA 


=2/RT 


(ID 

(11a) 


in  which 

k  «=  coefficient  -  ’’frequency  factor" 

E  *a  activation  energy  -  calories 

-1  -1 

R  **  gas  constant  -  1.987  calories  deg  mole 
T  »  absolute  temoerature  -  °  Kg  Ivin 
k  «  reaction  velocity  coefficient 
A  straight  line  defined  by  plotting  In  k  against  i/T  would  yield 
a  straight  lice  with  a  sloes  equal  to  E/R  and  an  intercept  equal 
to  £a  A. 

The  value®  of  k^t  ©ad  S^*  taken  from  Table  4  are  plotted 
against  the  reciprocal  of  the  absolute  tea5pesatus.es  on  Figure  7. 
The  value  ef  the  Arrhenius  Equation  constants  obtained  era  shown 
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TaBLr  5 


S2  3.§alOU  S.SslO3 


Substituting  the  values  shown  in  Tab  la  S  tato  Equation  (10>  yields 
E<l«sfci<ga  <12) 

k  .  ..MO*  e"2640'®  *  J.lSslO10  lH+3  .-«00'M 

4*  3.9slOUfB*|  [B]  e"5500^  *l2) 


To  test;  the  validity  of  Equation  5  the  computed  values  for  k  ate 
compared  with  observed  values  as  shown  ia  Table  6. 


TABLE  6 

Comparison  of  Cossputed  end  Observed  Values  of  kfi  for  Buns  Indicated 


Sun  Ko. 


-I  -1 

k  .  £moie  min 
©pp. 


Observed 

Computed  by 

4Hr. 

260 

362 

540 

533 

183 

248 

56 

710 

784 

65 

340 

671 

The  results  compare  within  15  percent  leading  validity  to  Equation  12. 


"-fry  -eta* 
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Chlorine  and  Electron  Balances 

If  it  is  assessed*  as  shown  in  Equation  1 

gSOCl  *  hCI02"  •»  pCIOg  4-  qSI03“  *  »C1*  CD 

that  oaly  chlorine  dioxide ,  chloride  m&  chi© rata  are  forced  by  the 
react  lea  between  hypoehlorous  acid  end  chlorite  ^  thin  the  range 
of  the  experimental  conditions  used,  then  three  balanced  eepatieas 
can  be  suggested.  These  are  Equations  (13) »  0.4)  „  ms  (IS)  : 

E0C1  +  2C102”  •*  2CI0g  4-  Si"  4*  OH~  (13) 

EOCl  4-  C102”  *  C103“  4-  Cl”  *  Hi  (14) 

3C102”  ♦  2C103”  4-  Cl*  (IS) 

To  test  the  validity  of  assuming  that  Equations  (13) ,  (14) 9  esd  (IS), 


values  of  chloride  cad  chlorate  calculated  cad  the  values  ssgasusud. 


1. 


As  described  in  Section  A  of.  this  etseptar  the  cess&strgtieas 
of  hypochlorcus  acid  md  of  chlorite  warn  calculated  &%  the 
beginning  and  also  at  the  end  of  the  suis.  Fe^fcho snare  s  the 


concentration  of  chlorine  dioxide  at  the  aid  of  o  ssss  ties  calculated 
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acid  chlorite  ce&Xd  fee  consumed  fey  Equation  (I#  to  fats  three 
unit©  ©f  ehlerida  cad  chlorate,  And  Is  the  eeaea  where  tfe© 
relative  sac^sat  of  ehlo?ite  coasted  was  greater,  she  us©  of 
Eqaetlca  05)oig^t  fee  sscsss&ry. 

2,  C^Aestlafle^  leg  Chloride  gnd  Chlorate  UsIpr  l&pegtssgntjl^  i>ata 

£3  described  is  Section  C  of  Chapter  2 ,  at  the  end  of  each 
g wa,  after  ffesa  25,  all  of  the  oxidising  fora  of  chlorine  except 
chlorate  was  reduced  to  chloride  vs  lag  hydroxylenise  sulfate 
titrated  poseaticaetriealiy  with  siXwer  nitrate.  The  t©tal  amount 
of  chlorine  is  the  fora  of  hypcchlorcus  acid,  chlorite  end 
ch lories  dioxide,  m  date  mined  spsetropho toes trie ally,  was 
subtracted  frea  the  veins  of  total  chloride  determined  poteafcio- 
satrically  to  yield  the  value  of  chloride  formed  in  the  reaction. 
Also,  in  a  separate  operation,  total  reduction  or  all  fessss  of 
osldisicg  chlorine  to  chloride,  was  accomplished  on  the  Jones 
redactor.  fh@  resulting  solution  was  titrated  potentio^trically. 
fhe  difference  in  total  chloride  found  in  the  two  poteoticmstric 
titrations  was  considered  to  be  the  chlorate  forced. 

Unfortunately  ,  the  laboretpiy  technique  seemad  to  have  some 
shortcomings .  Chlorine  dioxide  escapes  rapidly  from  aqueous 
solution  even  sore  rapidly  than  does  hypo chlorous  acid*  thus, 
in  the  process  of  passing  the  solution  through  the  Joh$a  redactor 
column  cess  chlorine  divide  and  possibly  some  hypecblorous 
acid,  if  present,  was  lost  into  the  atmosphere,  the  tssooat  was 
small  «  normally  more  tfeca  9$%  of  the  initial  chlorine  $?ss 
accosted  for  is  the  effluent  of  the  Jones  redactor.  iSowaver, 
fiam  the  total  chlornto  was  deter mined  fey  ©sail  diffe^nce 


calculations  m  described  above  the  percentage  error  is  chlorate 


conconiratios  might  fee  eoaeiderefele.  Because  the  Joses  •f^ducsor 


step  was  t he  one  ssost  gubj©et  to  ©dreg’s  it  was  ©ssissgd  that  the 
chlorate  forced  was  simply  the  difference  between  the  initial 
total  chlorine  and  the  value  found  by  the  poteaticsstric 
titration  of  the  hydrosyleaine  sulfate  reduction  products. 

That  is,  since  it  was  shown  that  the  affluent  from  the  Jones 
redactor  accounted  for  95%  plus  of  the  initial  chlorine  present, 
the  data  obtained  frua  the  redactor  was  not  used. 


A  comparison  of  the  values  of  chloride  and  chlorate  obtained 
by  calculations  using  Equations  (OX  0.0#  (15X  and  obtained  by 
adjusted  experimental  procedures  are  eks&a  in  Table  7#  It  may 
be  noted  from  Table  7  that  the  values  of  chloride  based  on  obser¬ 


vation  are  usually  very  slightly  higher  than  those  obtained  by 
calculations.  No  concrete  explanation  for  this  discrepancy  in 
chloride  concentrations  is  offered;  however,  it  is  suggested 
that  both  the  hypochlorous  acid  end  chlorite  solutions  wh m 
several  days  old  might  have  decomposed  to  fom  chlorides#  A  %% 
or  less  decomposition  of  each  of  the  two  reactants  would  account 
for  the  majority  of  the  excess  chloride  found  by  the  ©spsaicsaeal 
Essthod.  The  values  of  chlorate  found  by  the  two  methods  are 
different  by  the  seme  mount  as  the  chloride  values  but  in 
opposite  manner.  This  Is  necessary  because  in  both  methods 
100%  ch lor las  balance  was  assumed. 


Tcabe  cad  Dodgsa  (9)  shewed  fey  use  of  radioactive  tracers  that 
the  majority  of  the  chlorite  am,®u sad  was  ttmMimmd  1st©  oM&zim 
dioxide  and  chlorate.  This  is  consistent  with  Equations  $$s  €Mi»  mii 
(L5)-  only  the  last  one  allows  &  yield  of  chloride  from  chlorite  clone 
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TABLE  7 

Comparison  of  Chloride  aud  Chlorate  Values 


Found  by  Computation  and  by  Experlaent 


Run 

Total 

Chlorlda 

aifflElfce 

Bxper. 
moles  /t 

He. 

Initial  chlorine 
aslM  /  1 

Calc, 
moles  /  ft 

Super, 
moles  /  ft 

Calc, 
oolee  /ft 

25 

19.25 

5.40 

5.23 

3.22 

3.38 

27 

20.79 

6.35 

5.16 

5.06 

6.31 

28 

20.63 

7.31 

7.43 

5.24 

5.08 

29 

23.94 

6.87 

8.28 

5.44 

4.07 

30 

20.04 

6.70 

8.15 

5.73 

4.28 

31 

19.81 

5.79 

6.33 

3.89 

3.35 

43 

19.75 

6.00 

7.43 

4.39 

2.97 

44 

19.27 

5.06 

6.42 

4.55 

4.18 

45 

20.13 

6.32 

6.95 

4.98 

4.34 

46 

19.79 

5.89 

6.67 

4.78 

4.10 

47 

19.30 

5.63 

7.21 

4.39 

2.80 

43 

19.23 

6.35 

9.53 

5.35 

2.17 

49 

19.60 

6.28 

8.12 

5.21 

3.38 

51 

19.03 

6.32 

9.56 

5.22 

1.97 

52 

20.35 

6.66 

9.07 

5.98 

3.57 

53 

19.19 

5.03 

5.37 

3.1? 

2.73 

56 

19.46 

6.07 

5.10 

3.63 

3.53 

58 

19.60 

5.87 

8.04 

3.87 

1.69 

59 

20.47 

5.58 

7.20 

3.91 

2.28 

60 

19.92 

5.36 

7.62 

3.27 

2  •  01 

61 

19.54 

6.09 

6.68 

3.78 

3.15 _ _ 

2.43 

62 

20.43 

5.24 

6.56 

3.76 

63 

20.03 

5.97 

6.22 

4.03 

3.77 

65 

19.50 

5.66 

6.83 

4.25 

3.07 

66 

20.28 

5.78 

6.51 

4.21 

3.50 

84 

19.  S5 

6.06 

7.03 

2.94 

1.95 

85 

19.83 

4.16 

2.11 

1.88 

3.94 

86 

19.66 

4.64 

5.12 

3.71 

3.14 

87 

19.75 

5.44 

5.45 

3.15 

2  •  14 

88 

20.12 

5.97 

4.93 

3.10 

3.75 

89 

20.07 

4.99 

4.94 

2.43 

2.45 

90 

19.35 

5.46 

6.40 

3.93 

2.95 

91 

19.30 

5.07 

6.56 

3.31 

1.8 

92 

20.64 

6.19 

6.93 

3.94 

3 » 0  - 
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the  aaount  is  ssall.  The  utptrimtal  results  from  this  ttoarefa 
au?port  these  findings.  The  ratios  of  chlorine  dioxide  produced  to  chlorite 
ccuiagd  and  chlorate  produced  to  chlorite  consunsd  ere  shown  In  Table  8. 

?h  ?  values  of  the  chlorate  produced  are  taken  from  the  calculations  using 
Stations  (13*,  (14),  and  (15). 

During  th«  course  of  a  single  run  the  ratio  of  chlorlna  dioxide  produced 
to  chic  rite  c  asursd  regained  constant.  Jt  was  assusad  that  the  relative 
-r  portions  of  chlorate  and  chloride  produced  also  regained  constant. 

Free  Tabl  8  it  appeara  that  the  yield  of  chlorine  dioxide  la  enhanced 
jy  a  decrease  in  pH  and  reduced  by  an  Increase  in  taaperature  and  buffer 
jo  ality.  Figures  8,  9,  and  10  are  plots  of  the  ratio  of  chlorlna  dioxide 
:o  sed  to  chlorite  conauasd  at  the  buffer  aolality  and  temperature  shown. 

Th  data,,  though  saraewhat  scattered,  showed  a  definite  trend  md  this  la 
a  rly  well  .  approximated  by  the  straight  lines  drawn  by  aye  in  Figs.  8-10. 
fh:  slopes  of  she  straight  lines  and  the  intercepts  at  sere  hydrogen  ion 
■activity  are  shown  in  Table  9. 

TABLE  9 


Slope  and  Intercept  Values  of  Flots  of  [CK^l  formed 
/  [C102“J  construed  at  Buffer  Molality  and  Tenperaturss  Shown 


1 

Slopes?:'!^ 

12.5 

tutottatesM* 

Intercept 

Tsa&araturs  °C 

Slop?;  x  10  Intercept 

30.; 

SlopexlO* 

.05 

.31 

-.03 

.48 

.03 

.05 

f.  ** 

.03 

.44 

-.03 

.05 

J  % 

.03 

.41 

.03 

Intu:;- 

cept 


.  27 


33 


TliJi  intercept  values,  thnt  is,  the  chlorine  dioxide -chlorite  ratio 
i.  sro  itydrog*  r  ion  activity  taken  from  Table  9,  era  plotted  for  each  of 


t;-a  three  temperatures  on  Figure  ii.  The  slope  sad  intercept  value*  are 


>Jk  a  on  Table  10. 


«.$7~ 

TASKS  8 

R&tiod  of  Chlorine  Dioxide  Produced  to  Chlorite  Consumed 


CEdfl%3>  owe  A  A  VUIftVOU  wv  WU4.WA  A  V«  wmwmw««  w> 


1 

Run  Ho. 

2 

Teap. 

3 

pH 

4 

Buffer 

IcSo23 

6 

[C10“3] 

°C 

Molality 

tci02**3 

rciori 

3M 

21.0 

4.36 

0.1 

0.51 

0.40 

0.91 

4m 

21,3 

4.35 

0.1 

0.54 

0.34 

.88 

4l1r 

21.3 

4.35 

0.1 

0.56 

0.3^ 

.90 

8 

21.7 

4*32 

0.2 

0.56 

0.39 

.95 

14 

22.8 

4.43 

0.3 

.59 

.31 

.90 

19 

29*2 

4.51 

0.1 

.63 

0.27 

.90 

20 

23  06 

4.54 

0.1 

,66 

.25 

.91 

2k 

22,2 

4.25 

0.1 

.53 

.39 

.92 

25 

22.0 

4.21 

0.2 

.60 

.36 

.96 

2T 

22.9 

5.01 

0.1 

.42 

.50 

.92 

28 

23.1 

4.91 

0.2 

.47 

.60 

1.07 

29 

2i*.2 

5.01 

0.3 

.37 

.61 

.98 

30 

25.8 

5.02 

0.3 

.34 

.60 

.94 

31 

25.1* 

4.24 

0.3 

.54 

.39 

.93 

U3 

30.7 

5.02 

.1 

.45 

.50 

.95 

kk 

30.5 

5.00 

.1 

.45 

.48 

.93 

1*5 

30.7 

5.00 

.1 

.42 

.52 

.94 

ue 

30.8 

4.99 

.1 

.41 

.50 

.91 

1*7 

30.2 

4.87 

.2 

.44 

.48 

.92 

1*8 

30.2 

5.00 

,2 

.36 

.57 

.93 

1*9 

30.0 

5.00 

.2 

.37 

.57 

.94 

51 

30.9 

5.00 

0.3 

0.36 

.60 

0,96 

52 

31.0 

5.04 

0.3 

,31 

.60 

.91 

53 

30.9 

4,21 

0.1 

.57 

.37 

.94 

56 

30.9 

4.25 

0.2 

.58 

.42 

1.00 

58 

30.6 

4.19 

0.2 

.54 

.40 

.94 

59 

30.8 

4.19 

0,3 

.52 

.39 

.91 

60 

30.6 

4.19 

0.3 

.52 

.34 

.86 

61 

30.8 

4.51 

.  0.1 

.56 

.41 

,97 

62 

31.0 

4.51 

0.1 

.51 

.40 

.91 

63 

30.6 

4.51 

0.2 

.51 

.46 

.97 

65 

31.5 

4.48 

0.3 

,45 

.47 

.92 

66 

30.3 

4.49 

0.3 

.47 

.46 

.93 

8U 

13.5 

4.23 

.2 

.68 

.30 

.98 

85 

13.7 

4.28 

.3 

.70 

.21 

.91 

86 

12.0 

4.22 

0.1 

.59 

.32 

.91 

87 

11.5 

4.51 

0,3 

,60 

.35 

,95 

88 

12.1* 

4.52 

.2 

.68 

.37 

.95 

89 

12.5 

4.53 

.1 

.67 

.31 

.98 

90 

12.2 

5.02 

0.3 

.48 

,46 

,94 

91 

12.2 

4.99 

.2 

.54 

,4o 

.94 

92 

12.6 

4.98 

.1 

.55 

.48 

1,03 

A 
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Slop#  sad  Iatsrc«fS  Values  of  CSIO^!  fomad  / 
(CIO^  ]  eoss^Msd  a£  {H4-|  «  0  as  a  Ftmcties  of 
Buffer  itel^litf  at  Tee^eE-atug®  Shosm 


Te&aejraf.uxe 


Sl.opa 


e, 

♦.*-/  Tt 


ft  W 


0.54 


23.1 


,  3  ** 


These  ssalyses  all®?  rising  5<§uat£©as  (1%  (17}  „ 
at  12.5®C: 


[CXO^i  femsd 
I  Ci  Og*  jfsamumd 


s£  23»l®€s 


X9.S  £ 


*  0,54  -  0.3? 


i€t02~l€©©giiSajg4 
at  30.3SC* 
CCX02l  f^rsaee 


0.52  -  0.37  |SJ  +  0.03  x  10s  |S§*2 


0.45  -  0*3?  |b!  4>  0*93  X  10*  £s+s 


! C10»  leers' 


sgggjfcf  s&mfef'X 

*5s£ Vmi» 

By  ki mtlc  yf  £<mesng:?©gi£a  mt*3g@  ©f 


acid;,  ahi©*ifc®  aad  zhlvzim  dimd  d©  s&gagi^g  irtes  ispsisig.  tfe® 


&mw®&  c4.  ske  r#act4gg  it  «®s  e© 


4(cmj 


-  S*W  gesc*  1 


43- 


V  *  »•*  *  +  2.15  x  1010  («+)  ,-5*00/CT 

Tfe«  equations  are  applicable  between  pH  values  of  about  4  and  5 
and  betwt  n  temperatures  of  about  10  to  35*C  with  a  phosphate 
buffer  system;  these  were  the  experimental  conditions  under  which 
this  reuirdi  was  conducted.  The  yield  of  chlorine  dioxide  from 
chlorite  -.onatsaed  varied,  within  the  experimental  conditions 
described,  from  about  35  to  651!. 

It  was  observed  that  the  majority  of  the  chlorite  consumed 
was  oxl df  ad  to  chlorine  dioxide  or  chlorate  whereas  the  hypocblo  mis 
acid  confined  was  reduced  to  chloride. 


CHAPTER  4 


KSCHAHISM  OF  THE  REACTION 


The  kinetic  analysis  of  ~his  research  as  described  in  Chapter  3  reveals 
•  t<  the  rate  of  tbs  overall  reaction  in  which  chlorine  dioxide  is  formed 
•'  2"  hyp  >ehlorf  is  acid  end  chlorite  is  first  order  with  respect  to  the  two 
r- actants  uncis v  the.  range  of  rxperlsmatal  conditions  used.  The  rata 
creation  may  tl  before  be  written! 


d  ;cio2] 


at 


\,pp  [uocl!  [e»*  1 


(2«) 


Fvriaexaore,  tl:;  3  research  reveals  that  the  ratio  of  hypochlorous  acid  to 
e  lerite  census-  .>  d  during  the  course  of  a  single  reaction  is  constant  and 
*  m/s  less  then  unity  but  the  value  of  the  ratio  shifts  with  experimental 
e  adit ions.  Also  t he  relative  proportico  of  the  reaction  products  (i,e. 
chlorine  dioxide:,  chloride  and  chlorate)  shifts  with  experimental  conditions. 
A  aschaniam  is  suggested  as  shown  in  equation  (19) , 


H  ♦  E0C1  +  CIO. 


-  slew 


cio3  ♦  Cl 


ci^ 

\  j 

last  \^0  fast  ci02  ♦  M0C1  e  E  *  C? 
0102"  ♦  Cl'  ♦  H+ 


&  a»cfc*oi*a  is  in  agreement  with  the  proposal  by  Tanhe  and 
t-  ijtea  that  •  .*»  isteraasdiate  nave  tho  structural  for® 

.0 


✓  O': 


ci-ci; 


0 


eo  siccci mt  for  the  ooservatien  that  chlorine  atoms  remain  distinct  according 
to  their  origin,  i.e.  freon  the  hypoohlorous  acid  and  th&  chlorite,  The 
distinction  was  demonstrated  using  radioactive  chlorine  in  the  hypochlorous  acia 
molecule. 

As  shewn  in  Section  G.  of  Chapter  3  the  proportion  following  each  of  the 
two  paths  shifts  with  experimental  conditions.  Within  the  range  of  the 
exgorifesataX  conditions  of  this  research,  the  yi«j.d  of  chlorine  dioxide 
forced  to  chlorite  consumed  varied  from  a>  *At  0.35  to  0.65.  To  make  the 
chloric®  ksla&c©  (Seeiiea  F  Chapter  3)  it  is  necessary  to  suggest  the 
disproportionation  of  chlorite  to  tom  chlorate  and  chloride  as  shown  in 
Equation  (15)  ©sd  suggested  schematically  in  Equation  (19).  Since  this 
reset ion  does  net  take  place  spontaneously  it  is  hypothesised  that  either 
the  activated  intefssedi&t©  or  the  bypockloreas  acid  catalyses  the  reaction. 


m 

■  £tS? 
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SOSES  THERMOBflJAMXC  CC&SXEgMTIOES 


To  check  the  spontaneity  of  the  chemical  reaction  proposed  in  Equations 
(13),  CU)S  and  (153* 

K0C1  ❖  2C10g“  ♦  2C10g  *  Cl"  ^  Oil"  (13) 

K0C1  +  CIO  "  CIO  “  ♦  Cl'  *  H*  (Ik) 

2  3 

3C10  ”  •>  2C10  "  ❖  Cl  (15) 

2  3 

the  concept  of  change  in  free  energy  is  employed,,  The  values  of  F®s  the 
energy  of  formation  of  the  ion  or  molecule  at  unit  activity,  for  the  appro¬ 
priate  reagents,  are  listed  in  Table  11, 


TAB  IE  11 


Values  of  Free  Fnergy  at  Unit  Activity  (F°) 


(10) 


Ceaaeund  -or  Ion 


F9  g  IQ"3 


(XT 

car 

ClQf 

cior 

HOC! 

C102 


40,00 
-37.595 
-».350 
-  0.62 
♦  2.7^0 
->19.110 
♦29. *9 


The  change  in  free  energy  during  the  ceurs.  of  reaction.  Is  gsstt&fe&d 


by  Equation  (20). 


®  IF 


rf 

reactants 


products 

The  free  energy  of  each  of  the  eoasiiti^ais  As  related  te  its  tso& 
energy  at  unit  activity  (F°)  fey  Equation  (21): 

F  «  F®  4  ET3 


(20) 


(21) 


in  imiefe 


F9  *  free  energy  of  formation  of  the  i m  or  molecule  at  mlt  activity 

B  e  gas  constant  «  1,9$?  oolites  4fig"* 

T  «  temperature  in  degree©  Kelvin 
a  *  activity  of  the  ion  or  molecule 
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ftor  a  reaction  such  as  the  one  described  by  Equation  (19),  Equation 


(21)  moj  be  written} 

AF  -  Af°  ♦  HTln  ft2Cl02  x  *d”  x 

— *  ■■■■■■  |  . 

itHOd  ^  «2cio2“ 


(22) 


It  tiay  be  noted  that  the  expression  within  the  parentheses  is  the  equillbrivra 
constant  (j£)  of  Equation  (13) •  Equation  (22)  way  be  written: 

AF  »  AF°  ♦  RTlnK  (23) 


At  equlllbrias  AF  equals  sero.  Therefore,  Equation  (23)  «ey  be  written: 

InK  -  =-*£  C2**) 


tf°  -  2F°C102+  +  *°OET  -^HOCl  "2F°C105 

■  3.665  x  103 

-  3665 

At  27°C:  >3665 

loc  K  « _ _ 

2.303  x  1.98T  x  300 


log  K  -  -2.6697  _ 

Therefore,  K  ■  2.1k  x  10"J 


Substituting  the  value  for  K  obtained  above  yields  Equation  (25). 

*cr  x  *<«" 

-y -  (25) 


k  m  *2ao2  * 


*hoci  x  *  ao2 
K  •  2.1*  x  10“3 

At  a  pH  of  5,  at  25® C,  -  (OB")  «  lxlO”9.  Substituting  this  into 

Equation  (21)  yields  Equation  (26): 

2.1*  x  10” 3  « 

K  *  _  -  2.1*  x  10 


1  x  10- 


K* 


*  ®2ciq2  *C1- 

b2C102”  *H0C1 


(26) 
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shows  that  at  this  pH  value  tbs  reaction  shewn  by  Equation  (13) 
as  Its  equilibrium  far  to  the  right. 

Similarly,  for  Equation  (lit) : 

&T° 

AF°  »  -15,600 

t  r°C; 


P°  +  v°  *  r9  . 

CIO3  Cl-  H* 


F°H0C1  "  *W 


loc  K  .  15,600 


2.303  x  1.987  x  300 
log  X  -  11.36 

gain  it  is  evident  that  the  reaction,  at  equilibrium,  is  far  to  the  right. 

This  is  equally  time  for  the  reaction  shown  by  Equation  (15).  *n»e 
ogarithn  of  the  equilibrium  constant,  i.e.'  log  K,  is  about  30. 

3  C102" - )  2  C103"  ♦  Cl* 

AF°  *  rF°products  *  IF°Jreect acta 

AP° *  ♦  ¥°cr  *  %■ 

AF°  »  (2)  (-0.62)  -31.350  -  (3)(2.7*0 
AF°  *  -RTlnK 

-UO.81  «  -1.987  x  300  InK 
InK  3  70 

therefore , 


log  K  «  30 
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CKAPTER  6 
SUMflARY 

The  reaction,  the  formation  of  chlorine  dioxide  from  hypochlorous 
acid  and  chlorite  in  aqueous  solutions,  which  was  studied  in  the  present 
research  is  shown  in  Equation  (1) : 

gHGCl  +  hClOi  +  pC102  +  qClOa  +  rCl”  (1) 

Since  chlorine  dioxide,  chlorite  and  hypochlorous  acid  have  different 
absorption  peaks  in  the  ultra-violet  range,  the  spectrophotometer  was 
used  as  the  method  of  analysis  for  this  study. 

Kinetic  analysis  of  the  concentration  values  of  hypochlorous  acid, 
chlorine  dioxide  and  chlorite  changing  with  time  during  the  course  of  the 
reaction  given  b,  Equation(l)  reveals  that  the  rate  of  the  overall  reaction 
is  first  order  with  respect  to  the  two  reactants  under  the  range  of  experi¬ 
mental  conditions  used.  The  rate  equation  may  therefore  be  written: 
d[Ci02] 

- -  “  kann  £H&C1)  [C102]  (2a) 

dt  app 

By  assuming  that  the  apparent  rate  constant  is  the  sura  of  the  rate  constants 
due  to  the  three  individual  acid  species  existing  in  solution,!. e.  water, 
buffer  and  hydrogen  ion,  it  was  possible  to  write  equation  (12): 

-2640  -5400 

k  a  9. 2x10 3  e  PvT  +  2.15xl010[H+3  e  RT  + 
app 

-5500 

3.9x10*  RT  (12) 

The  latter  two  equations  are  applicable  within  certain  experimental 
conditions  as  determined  from  date  collected  for  the  hundred  different 
trials  performed  in  this  research.  The  pH  must  be  controlled  at  4  to  5 
with  a  given  buffer  molality  and  solution  temperature  may  be  varied  fro© 

10  to  35°C. 


The  yield  of  chlorine  dioxida  from  chlorite  varied  from  35  to  65% 
within  the  experimental  conditions  described. 

It  was  observed  that  the  majority  of  the  chlorite  comsumed  was  oxidized 
to  chlorine  di oxide  or  chlorate  whereas  She  hypochlorous  acid  consumed  was 
reduced  to  chloride. 

A  sschanism  is  suggested,  as  shown  by  Equation  (19),  in  which 
is  the  activated  intermediate  complex, 

^  i  alow 

H  +  SCSI  +  C102” 


if 

Ci03"  +  Cl“ 

This  mechanism  suggests  that  the  formation  of  the  intermediate  is  the  slow 


(19) 


C3 


rate  determining  step 
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APPENDIX  A 


* 


The"  Purification  of  Sodium  Chlorite 


1«  The  sickles f  procedure  is  to  prepare  a  saturated  water  solution 
at  43-45°C,  filter  and  cool  to  about  10°C»  The  crystals  ,  which 
are  NaClO^JH^Cp  are  separated  from  the  mother- liquor,  placed  in 
a  crystallising  dish  and  dried  in  a  vacuum  oven  at  50°c  and  2~5:.mm 
of  mercury.  In  drying  the  material  forms  a  solid  mass.  It  should 
be  ground  in  a  mortar  and  redried  for  several  hours  at  60-65 °C. 

The  material  should  analyze  above  99.5%  and  maybe  99.8%  if  the 
starting  material  is  in  the  99%  range. 


2.  Hashing  and  dehydration  using  methyl-alchohol:  The  crystals  of 

NaCi0„3H  0  obtained  in  the  above  procedure  are  washed  first  with  60% 

methyl-alcohol  to  remove  the  mother-liquor  without  precipitating 

chloride*  This  is  followed  by  a  light  wash  with  absolute  methyl- 

alcohol.  The  crystals  are  then  taken  from  the  filter  and  added 

to  several  volumes  of  absolute  methyl-alcohol  and  stirred  to 

collate  the  conversion  to  the  anhydrous  salt.  The  crystals  are 

filtered,  washed  with  more  pure  alcohol  and  dried  in  a  vacuum  oven 

o 

first  at  rot®  5.®wj»erature  and  finally  at  50  C.  The  methyl-alcohol 
should  contain  a  small  amount  of  N&OH  (1  gm.  per  liter  approx.)  to 
prevent  decomposition  of  the  chlorite.  The  chlorite  should  not 
be  exposed  to  the  air  more  than  necessary,,  Pure  crystals  caa  be 
grown  in  fairly  large  size  from  either  ©  60  or  80%  methyl-slcohol 
solution  by  slow  cooling. 


